Spectropho to metric studies have shown that the reaction of the base 1,3-di-o-tolylguanidine with the acidic indicator dye bromophthalein magenta E (tetrabromophenolphthalein ethyl ester) in benzene at 25° C, like the reactions of 1,3-diphenylguanidine and 1,2,3-triphenylguanidine with the same indicator, can be represented by the following two equations:
Introduction i
Hantzsch and his coworkers were the first to J demonstrate that acids that appear equally strong in aqueous solutions (for example, perchloric, hydro-, chloric, and nitric acids) display markedly different intrinsic strengths in organic solvents like chloroform and ether [l] . 2 In their work, two kinetic methods and a static method were used in measuring the differences in strength. In the kinetic methods the differences in acidic strength were measured by the differing effects of the acids on the rate of inversion of cane sugar and on the rate of decomposition of diazoacetic ester. In the static method the relative strength of the acid was measured by the extent of salt-formation with an indicator dye or, what is in effect the same, by the stability of the salt upon dilution with an inert solvent. ^-Dimethylaminoazobenzene is a yellow base that combines with acids to form fairly stable red salts; upon dilution with an "indifferent" solvent, such as chloroform or benzene, the salts decompose into the constituent acid and base to an extent that varies with the strength of the acid. This indicator was found suitable for comparisons of the strengths of weak or moderately strong acids. More weakly basic indicators (for example, dibenzalacetone and crystal violet) were used in the case of very strong acids, whose salts with dimethylaminoazobenzene were not measurably dissociated into the constituent acid and base even at very high dilutions. With the i Presented in part at the Xllth International Congress of Pure and Applied Chemistry, New YorK, N. Y. (Sept. 1951). The work was facilitated by a grant from the Office of Naval Research. 2 Figures in brackets indicate the literature references at the end of this paper. I optical instruments then available, it was possible to make only roughly quantitative comparisons of acidic strengths. However, Hantzsch considered that in principle a chemical method, such as the indicator method, provides the most valid criterion of relative acidic strengths. Hantzsch also maintained that for many acids the strength, as measured by chemical reactivity, is diminished rather than increased by dilution with water. According to his views, water has a "leveling effect" on the strengths of acids because it combines with an acid, just as does a base, to form an "oxonium salt"; ionization, while a very important phenomenon, is a secondary effect that does not provide a scale of universal validity for the comparison of intrinsic acidic strengths. Hantzsch's methods and conclusions drew severe criticism, notably from von Halban [2] . However, as rigid application of the ionization theory of acidity and basicity has given way to the Br0nsted-Lowry and Lewis concepts and as an increasing number of investigators have turned their attention to nonaqueous systems, it has become increasingly evident that Hantzsch's chemical criterion of tendency toward saltformation is fundamentally sound. Moreover, it is not in violent conflict with earlier views, as is sometimes supposed, but is in harmony with the concepts of acids, bases, and salts that have been most widely accepted during the development of chemistry as a science [3] . While the ionization theory of acidity and basicity was dominant, the custom developed of applying a common term, pH, to aqueous solutions irrespective of whether the solute was an acid, a base, or a neutral salt. Later it became common practice to calculate the " acidity constant" for basic as well as for acidic compounds [4] . Thus, in the case of ammonia, the earlier representation of its strength by an ionization constant (approximately 1.8X10" 5 ) was succeeded by the use of the acidity constant (approximately 5.7X10 -10 ) for its "conjugate ion", the ammonium ion. The custom of expressing the strengths of both acids and bases in terms of acidity constants is perhaps one reason why the comparative strengths of acids have been studied more extensively than the comparative strengths of bases, not only in water but also in nonaqueous solvents. The neglect of bases has also resulted from the greater difficulties in their handling and purification.
Too few studies have been made for any estimate of a general leveling effect of water on the strengths of basic compounds, 3 although one would expect to find that the intrinsic strengths of bases, like those of acids, are masked to some extent by water. TrotmanDickenson [5] has proposed a type of leveling effect as the reason why three separate equations, rather than a single equation, were required to express the relation between the catalytic power of a group of aniline bases for the decomposition of nitramide in anisole and the aqueous dissociation constants of the bases-one equation held for primary amines, a second held for secondary amines, and the third one held for tertiary amines. According to TrotmanDickenson's views, the ionic dissociation of amines in water is promoted by greater solvation of the cations as compared with solvation of the free amines. The solvation is considered to involve hydrogen bonding, the hydrogen of the bond being one of the ammonium hydrogens; stabilization by solvation will thus be greater for secondary ammonium ions than for tertiary ammonium ions, and greatest of all for primary ammonium ions. As a result, the dissociation constants measured in water (or in other hydrogen-bonding solvents) will indicate too great a strength for primary and secondary amines compared with that of tertiary amines; consequently, in experiments employing all three types of amines as catalysts in solvents of little or no hydrogen-bonding capacity, the proton-accepting powers of the amines cannot be related to the aqueous dissociation constants by a single equation.
Experiments performed with indicator dyes at this Bureau [6, 7, 8] have provided other evidence of a leveling effect of water on bases. When an indicator dye is used in aqueous solutions to measure the pH, changes in color do not depend on the nature of the acid or base added, but only on the strength and on the quantity. For example, in water bromophenol blue is yellow at a pH of 3.0 and purple blue at a pH of 4.6, whatever the acid or base added. However, in benzene the color produced on the addition of a base is not the same for all bases but depends on its nature, as well as on its strength and on-the quantity employed [7] . The different colors obtained in benzene, which were described in the references cited, were attributed to different kinds of hydrogen bonding between bases and indicators. The absence of the differences in aqueous solutions is evidence that in water, in place of hydrogen-bonded complexes of different colors, all of the bases form hydrated cations.
Evidence of a third kind may be cited to show that the aqueous dissociation constants of bases provide only an imperfect guide to their behavior in media other than water. H. C. Brown and coworkers, in an exhaustive study of steric factors [9] , have shown that the relative capacities of amines to combine in the gaseous phase with acids of the Lewis type (for example, trialkyl derivatives of boron) 4 depend on the " steric requirements" of the amine and the acid and not merely on the polar effect of substituents. Thus, when both the acid and the base are highly " hindered" (that is, have large steric requirements, owing to the presence of bulky substituents), the proportion of addition compound formed is less than when the acid is one of small steric requirements, such as the proton. In extreme cases, the acid and base fail to combine to any measurable extent.
From these few examples, it is clear that the behavior of a base is a function of its environment, from a qualitative as well as a quantitative standpoint. In view of the mounting industrial importance of organic bases, their numerous applications in catalyzing reactions, and their vital role in medicine, it is fortunate that they are becoming the subject of an increasing number of investigations.
The investigations of bases performed at this Bureau have had as their main purpose the development of methods for measuring acidity and basicity in organic solvents, particularly in the so-called " inert solvents" like benzene and other hydrocarbons. 5 An incidental, but essential, part of the studies is finding out how bases of various classes behave in such solvents and the reasons for any unexpected phenomena. In one phase of the investigations, spectrophotometric studies have been made of reactions in which one of the reactants was an indicator dye. Some preceding publications [6 to 8] have dealt with the reactions of different organic bases with an acidic indicator dye named "bromophthalein magenta E" (the ethyl ester of tetrabromophenolphthalein). The most recent publication [8] was concerned with the reactions of 1,3-diphenylguanidine and 1,2,3-triphenylguanidine with this indicator. Previously [6] it had been found that arylguanidines such as these show the same pattern of behavior with the indicator as that of tertiary aliphatic amines (R 3 N). Spectrophotometric evidence was presented [8] that the reaction * There appears to be a growing tendency in this country to employ the term "acid" in the general sense advocated by G. N. Lewis T101. treating the hydrogen acids as a special class of Lewis acids. Bell [11] has presented tne viewpoint of those who wish to retain the Br0nsted-Lowry definition of an acid, that is, to restrict the term "acid" to hydrogen acids (proton-donors), and who recommend that the term "acceptor" (or "acceptor molecule") be applied to the remaining Lewis acids. However, as Bell has said [11] , "... questions involved in the use of the terms acid and base are concerned essentially with convenience and consistency, and not with any fundamental differences in the interpretation of experimental facts."
s Recently there has been much interest in uncovering basic properties of benzene itself. However, benzene is an exceedingly weak base compared with water [12] , and water in turn is much weaker as a base than the nitrogen compounds with which these studies are concerned. In such studies, benzene behaves as an inert, or differentiating, solvent, not as a leveling solvent [6 to 8] , of bases of this type with a monobasic, nonassociated acid HA in a solvent such as benzene can be represented by the equations R 3 N+HA^±R 3 NHt.A~
(1)
In the first step ("primary reaction") the proton of the acid HA is displaced toward the nitrogen of the base R 3 N (although not transferred completely), yielding a salt R 3 NHt.A~ (or Si), which is, in effect, a highly polar addition compound. This reaction is analogous to the addition of a base R 3 N to a Lewis acid such as sulfur dioxide or a trialkyl boron. The "secondary reaction" (eq 2) involves rupture of the hydrogen bond between N and A and the formation of a new hydrogen bond between two nitrogen atoms. The secondary salt, (R 3 NHNR 3 ) + A~(or S 2 ), may be regarded as consisting of "ion pairs." 6 Upon application of a comparable sequence of reactions to the ionization of an acid (eq 3 to 5) and of an amine (eq 6 to 8) in aqueous solutions, one obtains The over-all reactions (eq 5 and 8) differ from the "classical" and Br0nsted-Lowry formulations of such reactions in the following respects: (1) An additional molecule of water is involved; (2) the hydrogen ion is represented as being doubly hydra ted; (3) the substituted ammonium ion is represented as being hydrated. The assumptions made in regard to hydration are in accordance with a variety of experimental evidence previously set forth [8] . Recent investigations by Rodebush have given further support to the proposed representation of the hydrogen ion as being doubly hydrated in aqueous solutions. 7 We do not mean to imply, of course, that eq 3 to 5 and 6 to 8 are to be regarded as complete descriptions of the processes by which acids or amines become ionized in water. The behavior of water is so
• Among various investigations that provide additional support for this twostep formulation are other spectrophotometric studies [6, 13] , measurements of the variationof dielectric constant with concentration [14], conductance titrations [15] , and studies of the properties of electrolytic solutions in nonaqueous solvents [16, 17] complex that no theory yet proposed accounts satisfactorily for all of its properties. However, such formulations are advantageous in several respects. In the first place, they bring out clearly that the fundamental step in the reaction of any hydrogen acid HA (water included) with a base is the formation of an addition compound. The formation of this addition compound involves displacement of the proton toward a molecule of the base, but for complete removal of the proton from the acid HA a second molecule of a base seems to be required [8] . The reactions involved in the ionization of acids or amines are thus seen to be manifestations of the tendency of the proton to form a bridge between electronegative atoms such as oxygen and nitrogen, new hydrogen bonds forming as previously formed hydrogen bonds are broken. Secondly, the cations formed in the over-all reactions (eq 5 and 8) are represented more accurately than in the classical formulation or in the Br0nsted-Lowry formulation, in view of the evidence that in aqueous solutions the proton is associated with at least two molecules of water and water molecules are coordinated with any hydrogen atoms attached to an ammonium nitrogen.
Furthermore, our concept of the fundamental, or "primary", reaction (eq 3 and 6) as an addition reaction provides a means of harmonizing the Br0nsted-Lowry and Lewis definitions of acids. At the same time, our concept of the "secondary" reaction (eq 4 and 7) that may occur when the acid in. question is a hydrogen (Br0nsted-Lowry) acid emphasizes the distinctive behavior of the hydrogen acids that has its origin in the ability of the proton to form a bond between electronegative atoms. While the proposed formulations help to clarify the points of similarity and dissimilarity in the behavior of hydrogen acids and other compounds regarded as acids by Lewis, they do not impede the development of quantitative relationships among the hydrogen acids in aqueous solutions, as the over-all reactions (eq 5 and 8) differ from the Br0nsted equations only in that an additional molecule of the solvent appears in our equations.
Finally, it should be clear from a consideration of eq 1 through 8 that the proper measure of the reactivity of an acid HA in a nonionizing medium such as benzene is the association constant for its reaction with some reference base (eq 1), and not a dissociation constant. The primary reaction measures the tendency of the proton to undergo displacement from A" toward a base, and this tendency would be expected to parallel the tendency in aqueous solutions for the proton to be separated completely from A" by conversion to a hydrated cation. Likewise, the proper measure of the reactivity of a base such as R 3 N in a nonionizing medium is the association constant for its reaction with some reference acid. To be explicit, a primary acid-base association constant in benzene and other essentially inert solvents corresponds to an ionic dissociation constant in water, whereas we should expect to find inverse relationships between acid-base dissociation 997319 - 52 4 constants in benzene and ionic dissociation constants in water. For two reasons the constant Ki for the primary reaction is the proper criterion of reactivity in benzene rather than the constant K 2 for the secondary reaction (or the product KiK 2 ): (1) In the secondary reaction both reactants vary when the nature of R 3 N varies. (2) Under favorable conditions Ki can be measured with precision, but it is more difficult to ascertain the value of K 2 [8] . However, when the solvent (for example, water) plays the dual role of acid (eq 6) and of excess base (eq 7), the first objection does not hold. Furthermore, in such a solvent the criterion of reactivity is of necessity the overall reaction, as the primary and secondary reactions cannot be studied separately. 8 In previous papers we have described the spectrophotometry determination of equilibrium constants for the primary reaction of bases with reference acids such as bromophthalein magenta E [6, 8] , picric acid [13] , and trinitro-m-cresol [13] in benzene. Of these three acids, bromophthalein magenta E is the most generally useful. In the determination of relative strengths, the reactions being compared must not proceed too far toward completion, and picric acid is too strong to serve as a reference acid for most of the aliphatic amines. Also, the positions and intensities of the absorption bands in reactions involving bromophthalein magenta E are such as to permit measurements of greater precision than can be attained with picric acid or trinitro-m-cresol. A dilute solution of bromophthalein magenta E (in the range of concentrations 10~5 M to 10" 4 M) has a yellow color, which shifts through tones of orange and red as minute, accurately measured increments of a base of the type R 3 N are added until a sufficient excess of the base has been added to drive the reaction essentially to completion, whereupon the color becomes magenta. From measurements of the absorption of such solutions at suitable wavelengths, the association constants are readily calculated. (The secondary reaction indicated by eq 2 occurs when a very large excess of base is added and is recognized by a shift in color from magenta toward blue.)
In this paper studies of the reaction of 1,3-di-otolylguanidine, CH 3 C 6 H 4 NH(C=NH)NHC 6 H 4 CH 3 , with bromophthalein magenta E in benzene at 25° C are described. Ditolylguanidine is one of the arylguanidines that react with bromophthalein magenta E in the same way as tertiary aliphatic amines (R 3 N). One purpose of the studies was to check a provisional measurement of the association constant for the primary reaction [6] . A second object was to attempt to measure the constant for the secondary reaction. In the final portion of the paper the association constant for the primary reaction is compared with the constants previously found for the reaction of bromophthalein magenta E in benzene with trie thy lamine, 1,3-diphenylguanidine, and 1,2,3-triphenylguanidine, and the relationship between the association constants in benzene and published ionization constants for the same bases in water is discussed.
Equipment and Procedure
As in preceding studies of the reaction of bromophthalein magenta E with bases [6, 8] , the data were obtained with a Beckman Model DU quartz photoelectric spectrophotometer.
However, the data given in this paper for ditolylguanidine were obtained with a recently purchased instrument, and the storage battery was operated from a power supply unit. 9 The cell compartment, which was constructed of copper and brass parts in the Instrument Shop of the Bureau, was very similar to the thermos tat ed air bath previously used [8, 18] except for a different arrangement for circulation of water through the bottom, side walls, and top. The outside of the compartment was plated with chromium over nickel; the interior was treated electrochemically to produce an optical black finish.
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In use, the temperature of the compartment varied from 25° C by less than ±0.1 deg C, while the temperature of the room was automatically controlled to stay between 24° and 27° C but was usually between 24.5° and 25.5° C. The stock solutions were kept in the constant-temperature bath which controlled the temperature of the cell compartment. In other respects the equipment and procedure were as previously described.
The following terminology and symbols are used in the discussion and the figures: C 8 
Materials
The purification of the benzene and the preparation and purification of bromophthalein magenta E were described previously [6] . A commercial grade of di-o-tolylguanidine, the neutralization equivalent of which indicated the presence of 1.1 percent of inert impurity, was recrystallized twice from 95-percent ethanol, washed with benzene, air-dried overnight, then dried in a vacuum oven at approximately 66° C. After recrystallization, the melting point was 175.8° to 176.3° C, and the titration of three successive samples gave the following values for the purity, expressed as percentage: 99.87, 100.01, 99.99. In the titrations, samples weighing approximately 0.5 to 0.7 g were dissolved in redistilled 95-percent ethanol and titrated with approximately 0.1-iVstandard aqueous hydrochloric acid, with an aqueous mixture of methyl red sodium salt and alphazurine [19] as indicator.
4.1.

Data and Discussion
The Primary Reaction of Bromophthalein Magenta E with 1,3-Di-o-tolylguanidine
The progressive changes in spectral absorption that accompany the primary reaction of bromophthalein magenta E (2.5X10~5-M in benzene, 5-mm absorption cells) with ditolylguanidine are illustrated in figure 1. The absorption curves were measured over the wavelength region extending from 320m/* to the longest wavelength at which there was measurable absorbancy. 11 Curve A is for the indicator without added base, and curves 1 to 3 are for its mixtures with approximately 7.3X10~6-M, 1.45X 10~5-M, and 2.18X10~5-M ditolylguanidine, respectively. When the concentration of ditolylguanidine was progressively increased in the range from 2.5X10 _4 Af (10 moles of base to 1 mole of indicator) to 10~3M (40 moles of base to 1 mole of indicator), the successive absorption curves showed no measurable difference. The curve for the solution that contained 6.25X10~4-M ditolylguanidine (25 molar equivalents) was adopted as the limiting curve for the primary reaction and is shown as Si in figure 1 and subsequent figures.
Well-marked isosbestic points occur near 355 and 455m/i just as in the reactions of bromophthalein » Absorption in this region is ascribed to the indicator and its magenta salt. A benzene solution of ditolylguanidine in a 5-mm absorption cell does not showmeasurable absorption at wavelengths longer than approximately 390 to 400 m/u, even at a concentration as great as 0.02-M. The absorption due to ditolylguanidine is probably shifted slightly toward shorter wavelengths when it combines with bromophthalein magenta E to form the magenta salt. When the concentration of ditolylguanidine in the solution was 1.25X10-4 -Af or greater, the same quantity was placed in both absorption cells; when the concentration was smaller, benzene was used in the reference cell. magenta E with other bases of this type [6, 7] and, as is usual, are regarded as satisfactory evidence of the absence of side reactions.
The data used in the calculation of the primary association constant and the calculated values are presented in table 1. The association constant is the equilibrium constant corresponding to eq 1, * which, with a different choice of symbols, is the same as A (acid)+B (base)^Si (primary salt).
From measurements at 540 m/j, the calculated association constant (Ki or K &asn .) is 1.1 X10 6 ; from measurements at 405 my, the value is 1.0 X10 6 . In a parallel series of measurements with different stock 
two limiting values have to be determined (one for the indicator, as well as one for the salt). The changes in absorption are also greater at 540 m/x and correspond to a more suitable range of absorbancies. There is evidence that ditolylguanidine, like other bases, is adsorbed to a very small extent on glass (probably in a monomolecular layer); the error caused by such adsorption (or actual salt-formation with silicic acid groups in the glass) would vary with the extent of contact of the various solutions with fresh glass surfaces during their preparation and would be greatest for the solutions that contain the smallest concentrations of ditolylguanidine. (For this reason the data obtained for concentrations of ditolylguanidine less than 1.25X10~5M were not included in the computation of K &BSn .) The association constant could be measured with greater precision if ditolylguanidine combined less readily with bromophthalein magenta E; even at the "limiting" concentration for the reaction, the ditolylguanidine is less than 10" 3 -M in concentration. However, we believe that when all conceivable sources of error are taken into account, the value obtained for the association constant is well within ±10 percent of the correct value. The provisional value 0.63X10°, found in earlier exploratory studies [6] probably indicates that a small amount of inert material was present in the sample of ditolylguanidine used at that time. The ditolylguanidine had been recrystallized twice from benzene (a method of purification that had proved satisfactory for diphenylguanidine), but its purity was not checked by titration. Later it was found for a different sample of ditolylguanidine that a satisfactory neutralization equivalent could be obtained by recrystallization of the commercial material from ethanol, but not by recrystallization from benzene. Graphical evaluation of the association constant is shown in figure 2 . The association constant for the primary reaction in logarithmic terms can be expressed by the equation 
log[&]/[A]-log
The Secondary Reaction of Bromophthalein Magenta E with Di-o-tolylguanidine
As mentioned earlier, the secondary reaction of bromophthalein magenta E in benzene with bases of this type (eq 2) is indicated by a shift in the color of the solution from magenta toward blue. In the reaction of 2.5X10~5-M bromophthalein magenta E with ditolylguanidine, the rate of change with increasing concentration of the base was smaller than in the case of the reaction of bromophthalein magenta E with diphenylguanidine. Furthermore, the measurements could not be extended to such high concentrations of the base, because ditolylguanidine is less soluble in benzene than diphenylguanidine. 13 In figure 3 is shown the change in the absorption curve that accompanied an increase in the concentration of ditolylguanidine from 6.25X10~4-M (curve SO to 0.02178-M (curve 2). Enlarged sections of these two curves in the wavelength range 500 to 600 mju and a portion of the curve for a solution that contained 0.01-M ditolylguanidine are shown in figure 4 . The three curves in figure  4 intersect near 547.5 m/*; curves for solutions that contained intermediate concentrations of ditolylguanidine had the same isosbestic point. Study of the curves reveals that as the absorption near 540 ran decreases, the most marked increase in absorption occurs near 585 m/x, which is probably the approximate location of the head of the main 12 The association constant 2.3 X10 4 obtained for the reaction of triethylamine with bromophthalein magenta is a provisional value but is thought to be very close to the true value, although the measurements were made before the thermostated cell compartment had been obtained. Preliminary measurements with bromophthalein magenta E are indicated by the circles intersected by vertical lines; the remaining circles, with horizontal intersecting lines, indicate a morecomplete series of measurements with bromophthalein magenta B (the n-butyl ester of tetrabromophenolphthalein), performed under somewhat better controlled conditions. We believe that under the most favorable experimenta conditions the association constant would be found to be exactly the same for thereaction of triethylamine with bromophthalein magenta E as for its reaction with bromophthalein magenta B.
!3 A 0.022-M solution of ditolylguanidine is near the limit of solubility in benzene at 25° C, while 0.07-M diphenylguanidine and 0.25-M triphenylguanidine wereprepared without difficulty. absorption band of the secondary salt, S 2 . When several solutions in this series were tested after standing for about a month, the absorption curves were the same as those obtained within an hour or two after preparation of the solutions.
As previously found for diphenyl-and triphenylguanidine [8] , further shifts in the absorption curves toward longer wavelengths occur when the concentration of both the indicator and the base are greatly increased. The changes are illustrated in figure 5 . The shapes of the curves indicate that an absorption curve with a strong band near 585 m/x is changing to a curve with a strong band in the vicinity of 600 m/x. We believe this change to be caused by aggregation of molecules of the secondary salt. When an attempt was made to prepare a solution with 0.003-M indicator (bromophthalein magenta B) and 0.006-M base, it was evident that the limit of the solubility of the salt had been exceeded.
An over-all picture of the primary and secondary reactions is presented in figure 6 . The changes in absorbancy at two wavelengths, 580 m/i (curve la) and 590 mp (curve lb) are plotted against the square root of the concentration of ditolylguanidine (which "is again expressed as molar equivalents of the indicator). With minute additions of the base, the absorption at first increases rapidly; this is the region of the primary reaction. At intermediate concentrations, there is no measurable change. At high concentrations of the base, the absorption again shows a measurable, although slow rise; this is the region of the secondary reaction. Dotted lines 2a and 2b show corresponding changes in the secondary reaction of bromophthalein magenta E with diphenylgu&mdme', the rate of change is From what has been said, it is obvious that the limiting curve for the secondary reaction of bromophthalein magenta E with di-o-tolylguanidine could not be obtained experimentally. In the previous experiments with diphenylguanidine [8] , it was possible to work at higher concentrations of the base, and, as already mentioned, the absorbancy at the longer wavelengths changed more rapidly with increase in the concentration of base as the magenta primary salt was converted to the blue secondary salt. By trial and error a limiting value was found that gave a series of 10 values of K 2 in very good agreement, with the average value 15.5. Because the increments in absorbancy, which of course had to be measured on steep portions of the curves (see figs. 3 and 4), were so much smaller in the case of ditolylguanidine in the limited range of concentrations that could be studied, it was not possible to estimate the limiting value with as high a degree of certainty. However, it is reasonable to assume, for a rough approximation, that for two such closely related bases as diphenyl-and ditolylguanidine the limiting value of the absorbancy for the secondary salt would be the same. On the assumption of the same limiting value (0.680) for the two secondary salts, the values in table 2 were calculated. The method of calculation was the same as that described in [8] , The values thus obtained for the secondary association constant K 2 , given in the last column, range from 5.9 to 6.8, with the average value 6.4.
A graphical evaluation of the secondary association constant K 2 is shown in figure 7 . The symbols T 2 G, P 2 6 , and P Z G have the same significance as in Figure 7 indicates how close all the values for diphenylguanidine are to a straight line of the theoretical slope -1. There is much greater uncertainty about the value of the K 2 for the reaction of triphenylguanidine with bromophthalein magenta E [8] . However, the tendency for the secondary reaction to occur appears to be in the reverse order of the magnitude of the primary association constant.
Discussion
The values given in section 4.1 for the primary association constants (Ki or ifassn.) for the reaction of bromophthalein magenta E in benzene with the bases discussed in this paper place the bases in the following order of increasing strength: (1) triphenylguanidine, (2) trie thy lamine, (3) diphenylguanidine, (4) di-o-tolylguanidine. It is of interest to compare the relative association constants for the four bases in benzene with their ionic dissociation constants K h in water. This comparison can be made from figure 8, in which log K^n.
(log K b ) in water is plotted against log K asBn . in benzene.
14 For each axis, the lowest values are those nearest the origin. Therefore, if the tendency toward salt-formation in benzene paralleled the extent of ionization in water, the values for the four bases should fall on or close to a line of positive slope. It is obvious that they do not do so. (In fact, for the three strongest bases one might suspect an inverse relationship.) The figure also shows clearly that the values vary over a greater range in benzene than in water.
One of the purposes of studies such as these is to ascertain the causes of any lack of uniformity in the behavior of bases with different acids and in different solvents, in order that acid-base behavior may be predicted as well as understood. Although a complete interpretation of our data must await the accumulation of knowledge from more extensive experimentation, it is possible to draw some tentative conclusions. The first point to consider, however, is the possibility that any of the constants are unreliable. As to the association constants determined in benzene, we believe that any conceivable errors in the values would not affect their relative order of magnitude. There is also probably no question about the relative magnitudes of the aqueous ionization constants for triethylamine, diphenylguanidine, and triphenylguanidine. The aqueous dissociation constant for di-o-tolylguanidine was determined by Metz [20] , who also measured the ionization constant for diphenylguanidine and adopted for it a value slightly greater than that for ditolylguanidine (although slightly lower than the accepted value). Metz did not claim high accuracy for his measurements, and his values for different concentrations are not in close agreement. From a scrutiny of bis data no conclusion appears warranted other than that diphenyl-and di-o-tolylguanidine are of about the same basicity in water. Perhaps the same value (-4.0) should have been used for both bases in the construction of figure 8. However, a more precise measurement of the basicity of di-o-tolylguanidine in water is desirable.
The effects of substituents on the basicity of guanidine have been studied by Davis and Elderfield [21] , Hall and Sprinkle [22] , Wheland and coworkers [23] , and Angyal and Warburton [24] . The high basicity of guanidine, which approaches that of sodium and potassium hydroxides [21, 22] has been explained by the resonance hypothesis [25, p. 212] ; that is, the guanidinium ion, because it resonates M The values for log KAUBQ. in water were taken from the publications indicated in [6] , table 2. For triethylamine, diphenylguanidine, ditolylguanidine, and triphenylguanidine, in the order named, these values are -3.28, -4.0, -4.33, and -4.9. (The value for ditolylguanidine was obtained at 18° C, the other values at 25° C.) among three equivalent structures, is more stable than guanidine, which resonates among three structures of which only two are equivalent. Replacement of one or more of the hydrogens by alkyl groups has almost no effect on the strength in water [21, 23, 24] . However, the basicity in water is progressively weakened as phenyl groups are introduced in the 1-, 1,3-, and 1,2,3-positions [22] . 15 On the resonance hypothesis, a reduction in the basicity by the introduction of phenyl groups is to be expected, because phenyl derivatives of guanidine are also derivatives of aniline, and the nitrogen atoms will be involved in resonance with the benzene rings just as in aniline [25, p. 206] . 16 The greater reactivity of di-o-tolylguanidine, as compared with diphenylguanidine, with the acid bromophthalein magenta E in benzene may result from the effect of the ortho methyl substituents in reducing the aniline type of resonance. As just noted, the aniline type of resonance would have a base-weakening effect; steric inhibition of this resonance should have a basestrengthening effect. If this line of reasoning is correct, still greater reactivity should be found for compounds such as 1,3-dimesitylguanidine, in which the aniline groups have substituents in all ortho positions. Strong bases are needed for titrations of weak acids .in nonaqueous solvents, and various derivatives of guanidine are worthy of attention in this connection. Although the only available value for di-o-tolylguanidine [20] is of too provisional a character to justify a final decision as to the relative basicities of diphenylguanidine and di-o-tolylguanidine in water, the similarity of Metz's results for the " The numbering of substituents conforms to the following formula for the parent compound, guanidine: H2N.C(=NH).NH"2. The statement by Dewar [26] that 1,2,3-triphenylguanidine is a very strong base in comparison with 1-phenyl-and 1,3-diphenylguanidine is erroneous, as shown by the data in [22] , which are in harmony with the relative effectiveness of the three bases when used as accelerators in the vulcanization of rubber [27] .
w As already mentioned in this paper, 1,3-and 1,2,3-arylguanidines react in the same way as trialkylamines with bromophthalein magenta E in benzene. On the other hand, commercial samples of 1-arylguanidines and 1-, 1,1-, and 1,3-alkylguanidines resemble dialkylamines in their behavior with BPM-E in benzene. These observations suggest that in the first-mentioned group of guanidines the positive charge on the cation is concentrated on one of the nitrogen atoms, although in the second group the positive charge is spread over at least two of the nitrogen atoms. (For a description and discussion of the behavior of BPM-E with di-and trialkylamines [6, p. 256-7] .
two bases suggests that solvation by water may have a leveling effect on the basicities. Nevertheless, for the three guanidines considered in this paper (diphenyl-, triphenyl-, and di-o-tolyl-) there appears to be at least a rough proportionality between the basicities in benzene and water.
In the introduction, two factors (solvation [5] and steric effects [9] ) that may affect the strength of bases were discussed briefly. A more detailed discussion will show that the behavior of triethylamine is strikingly dependent on its environment. For some years it has been known [28] that when the hydrogen atoms in ammonia are replaced successively by ethyl groups, the first and second ethyl groups increase the basicity in water, but that the basicity is then markedly reduced by the third ethyl group. That is, the order of basic strengths in water is NH 3 <Et 3 N<EtNH 2 <Et 2 NH. 17 The base-strengthening effect of the first and second alkyl groups is commonly regarded as a polar ("positive inductive") effect, and if no opposing factor were in operation, a third group should increase the basicity still further rather than decrease it.
The relative order of basicities found in water does not hold under all conditions. For example, Rimbach and Volk [29] studied the partition of nitric acid between the optically active base, cinchonidine, and a large number of optically inactive aliphatic and aromatic amines 18 in aqueous ethanol (97.5% ethanol by volume). A smaller number of bases was studied in 99.5-percent methanol. In some cases equilibrium was approached by adding cinchonidine to the nitrate of the inactive base, and in other cases the inactive base was added to cinchonidine nitrate; the results from the two methods did not differ significantly. From these measurements, the comparative strengths, or "avidities", of the various optically inactive bases were estimated. In every series of primary, secondary, and tertiary amines the monoderivative was found to be the strongest and the tri-derivative the weakest. More recently, Brown and Taylor [30, 31] have observed that with hydrogen chloride (gaseous) as the reference acid the order of basicity of the ethylamines (as shown by their tendency to combine with the acid) is the same as in water. However, with trimethylboron as the reference acid, the order is altered to Et 3 N<NH 3 < Et 2 NH<EtNH 2 , and with tri-£-butyl-boron there is a further change in order to Et 3 N<Et 2 NH<EtNH 2 <NH 3 . Thus, it appears that the order of strengths varies with the steric requirements of the reference acid, -and that as these requirements increase the steric requirements of the base become more vital.
Brown [9, 31 to 33] has suggested reasons why the ethylamines behave as hindered amines toward a rather bulky acid like trimethylboron. His detailed explanation may be summarized as follows: In ethylamine it seems likely that there are three stable configurations of the ethyl group, in one of which the methyl group is close to the free electron pair of the nitrogen atom. This configuration would be prohibited in an addition compound with trimethylboron, and the restriction of motion of the ethyl group would cause a certain amount of strain in the addition compound that would be relieved by dissociation of the compound. In an addition compound of diethylamine with trimethylboron there is only one possible configuration of the ethyl groups. The addition compound has almost no freedom of motion and is therefore under appreciable strain. Consequently it has a low degree of stability. In triethylamine one of the ethyl groups is adjacent to the free electron pair of the nitrogen. The amine cannot combine with trimethylboron without undergoing changes in the normal bond angles that result in a crowding of the ethyl groups. This explains why the addition compound is highly strained and extremely unstable.
The large steric requirements of triethylamine are evident not only in the instability of its addition compound with trimethylboron but in its relatively low rates of reaction with alkyl iodides in nitrobenzene solution [33] . In the reactions of amines with alkyl halides to give tetraalkylammonium halides, the first step is thought to be the formation of an addition compound ("activated complex") of the amine and the alkyl halide. On this hypothesis it is easy to see why the rate of formation of the tetraalkylammonium halide will be decreased if the steric requirements of the reactants are such as to impede the formation of the intermediate complex.
Very recently Toy [34] has reported that the synthesis of tetraalkyl dithionopyrophosphates, by the action of a tertiary amine on a mixture of water and dialkyl thionochlorophosphate, appears to involve intermediate formation of a complex of the dialkyl thionochlorophosphate and the tertiary amine. With an unhindered amine a high yield of the desired product can be obtained, but with triethylamine and other hindered amines the yields are greatly reduced, in consonance with the experience of Brown and his coworkers in their studies of addition reactions. 19 Brown has stated [32] that the ability of hindered amines such as triethylamine "to react with aqueous acids is not noticeably affected because of the low steric requirements of the proton." It should be borne in mind, however, that in water, as in other media, the proton does not have an independent existence. If it is not part of some neutral molecule, it is associated with molecules of solvent, and the steric requirements of various protogenic molecules and ions when reacting with bases are not equally great. As noted in one of our earlier publications ([6, p. 232]), the reactive proton in a molecule of bromophthalein magenta E probably forms a bridge between the phenolic oxygen and a neighboring bromine atom, so that the molecules do not undergo intermolecular 19 (Note added after completion of the manuscript.) Some Japanese workers [35] have studied the separation of various amines by distillation from aqueous or alcoholic solutions after partial. neutralization of the hydrochlorides (hydrobromides) by alkali. Separation of aliphatic amines by ion-exchange resins was also studied. The investigators failed to find a correlation between the order of distillation, adsorbability by resins, and aqueous dissociation constants of amines, and commented that such examples of discrepancies between the apparent and true basicities have often been noticed. Their observations lend further support to the conclusions reached in this paper.
association. There is no apparent reason for classifying bromophthalein magenta E as a hindered acid, but its steric requirements may be enough greater than those of the hydrated proton to account for lowered reactivity with a base as highly hindered as triethylamine. Furthermore, in benzene stabilization of the cation by solvation does not occur.
An earlier observation ([6, p. 256]) as to the behavior of bromophthalein magenta E when dissolved in some hindered alcohols seems pertinent to the present discussion. The magenta color of the solutions suggested that the indicator acid forms an addition compound with a hindered alcohol, but does not undergo ionization to form its blue anion, as it does in unhindered alcohols like ethanol. The explanation proposed was that the hydrogen bridge in the addition compound is shielded by hydrocarbon radicals in the alcohol, so that further solvation of the proton (necessary for ionization, according to the views presented in the introduction to this paper) is impeded. If this explanation is correct, it should follow that when BPM-E has combined with a reactive but highly hindered amine (eq 1), the addition compound Si will be less susceptible to attack by excess base than when the amine is not hindered. In support of this prediction, qualitative tests of the reaction of BPM-E with several aliphatic amines in benzene have indicated a greater tendency for the secondary reaction (eq 2) to occur when the amine contains one or more methyl groups than when the smallest substituent is an ethyl group. These considerations lead to the conclusion that while a hydrogen acid and an organic base may be sufficiently reactive and unhindered to form an addition compound Si, it will not necessarily follow that Si will undergo ionization when an excess of the same base is added. Ionization may result, however, if a base of low steric requirements is added to the system. Such ideas are helpful in understanding why the addition of a very minute quantity of water has been found in some cases to have a marked effect on the ionization of acids and bases in nonaqueous solvents.
The results reported in this paper are of immediate practical interest in demonstrating how misleading the aqueous dissociation constants may be as a gage of the relative reactivities of bases in a nonaqueous solvent such as benzene. It could not have been predicted that diphenyl-and ditolylguanidine, which seem to be decidedly weaker than triethylamine in water, would be so reactive with bromophthalein magenta E in benzene. Although very limited in scope, the results indicate that water has a leveling effect on the strengths of bases as well as on those of acids, and that steric factors are important in the reactions of bases with protogenic acids as well as in their reactions with Lewis acids.
It can be predicted that when the strengths of a series of bases are compared in different media, a greater number of irregularities will be observed than in a similar comparison of the strengths of hydrogen acids. Although hydrogen acids may differ somewhat in steric requirements and their behavior may be modified by intramolecular hydrogen bonding, they have more in common from a structural standpoint than do the organic bases, which may owe their basicity to nitrogen, oxygen, or various other atoms, as well as vary over a wider range in their steric requirements.
